The Adsorption of 2-Ketogluconate by Goethite by Journey, Jessica Suzanne
University of Tennessee, Knoxville
Trace: Tennessee Research and Creative
Exchange
Masters Theses Graduate School
12-2008
The Adsorption of 2-Ketogluconate by Goethite
Jessica Suzanne Journey
University of Tennessee - Knoxville
This Thesis is brought to you for free and open access by the Graduate School at Trace: Tennessee Research and Creative Exchange. It has been
accepted for inclusion in Masters Theses by an authorized administrator of Trace: Tennessee Research and Creative Exchange. For more information,
please contact trace@utk.edu.
Recommended Citation
Journey, Jessica Suzanne, "The Adsorption of 2-Ketogluconate by Goethite. " Master's Thesis, University of Tennessee, 2008.
https://trace.tennessee.edu/utk_gradthes/440
To the Graduate Council:
I am submitting herewith a thesis written by Jessica Suzanne Journey entitled "The Adsorption of
2-Ketogluconate by Goethite." I have examined the final electronic copy of this thesis for form and
content and recommend that it be accepted in partial fulfillment of the requirements for the degree of
Master of Science, with a major in Environmental and Soil Sciences.
Michael E. Essington, Major Professor
We have read this thesis and recommend its acceptance:
Mark A. Radosevich, Amy M. Johnson
Accepted for the Council:
Carolyn R. Hodges
Vice Provost and Dean of the Graduate School
(Original signatures are on file with official student records.)
To the Graduate Council: 
 
I am submitting herewith a thesis written by Jessica Suzanne Journey entitled 
“The Adsorption of 2-Ketogluconate by Goethite.” I have examined the final 
electronic copy of this thesis for form and content and recommend that it be 
accepted in partial fulfillment of the requirements for the degree of Master of 
Science, with a major in Environmental and Soil Science. 
 
      
       
      Michael E. Essington, Major Professor 
 
 
We have read this thesis 
and recommend its acceptance: 
 
 
    
 
Mark A. Radosevich 
 
 
    
Amy M. Johnson 
 
       
  
 
      Accepted for the Council: 
 
            
   
   
      Carolyn R. Hodges, Vice Provost and  
      Dean of the Graduate School 
 
 
(Original signatures are on file with official student records.) 
 
The Adsorption of 2-Ketogluconate by Goethite 
 
 
 
 
 
 
 
 
 
A Thesis Presented for 
the Master of Science 
Degree 
The University of Tennessee, Knoxville 
 
 
 
 
 
 
 
 
 
 
 
Jessica Suzanne Journey 
December 2008 
 
 
 
  
 
ii
DEDICATION 
 
I dedicate this Master’s thesis to my mother, Virginia Jean Journey, who always 
encourages my dreams and to whom I owe everything.
  
 
iii
ACKNOWLEDGEMENTS 
 
Many long hours of study and research have placed me at this point in my 
career, though I would be remiss if I failed to acknowledge those who helped 
guide and encourage my progress. First, I would like to acknowledge my Major 
Professor, Dr. Michael Essington, who has been both my friend and mentor. My 
gratitude must also be extended to my committee members, Dr. Mark 
Radosevich and Dr. Amy Johnson, for their support. Special thanks must go to 
Galina Melnichenko, without whose kindness and knowledge I would be lost. 
Thank you, Galina, for always being willing to help me work a problem through to 
a solution. 
I must also acknowledge my family and friends, whose love and 
encouragement has always been my shelter: my mother Virginia Jean Journey, 
who never lets me quit; my grandparents Thomas and Jean Journey; my 
grandmother Imma Lorene Bentley; my aunt Aurora Anne Daniels; and my best 
friends Amanda Odessa Beckner and Jennifer Lauren Webster, who have been 
like sisters to me. Finally, my thanks go out to all of those friends not mentioned 
who have never failed to show me love and support. I could never have come 
this far without you. 
  
 
iv
ABSTRACT 
 The low-molecular-mass-organic acid, 2-ketogluconate (kG), has been found 
to exist in significant concentrations in the rhizosphere of agricultural soils. 
Adsorption of kG by constant potential mineral surfaces may influence soil chemical 
processes. This study examines influence of temperature, pH, and ionic 
environment on the adsorption of kG by goethite. When kG was present on the 
surface of goethite, the pHpzc decreased by approximately 0.4 pH units, from pH 7.6 
to pH 7.2, suggesting that kG is chemisorbed to the goethite surface via ligand 
exchange mechanisms. The adsorption of kG by goethite is a function of pH and 
ionic strength. In pH 5 systems, the adsorption of kG increased with decreasing ionic 
strength at 25°C and 45°C, while at 7°C adsorption was noted to decrease slightly 
with decreasing ionic strength. The shape of the kG adsorption isotherms indicates 
high-intensity retention, suggesting inner-sphere surface complexation. In pH 9 
systems, the adsorption of kG increased with increasing ionic strength at all 
temperatures, also suggesting inner-sphere complexation. The adsorption of kG 
was also a function of temperature. Adsorption increased with increasing 
temperature, indicating that the adsorption process was endothermic. 
Thermodynamic evaluations also showed that the heat of adsorption was consistent 
with a chemisorption process and that kG adsorption was entropically driven, which 
is characteristic of ligand exchange processes. Results from this study are 
consistent with those of previous research and suggest that kG is retained by the 
goethite surface via ligand exchange mechanisms.      
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CHAPTER I 
Introduction  
 
 Low-molecular-mass-organic-acid (LMMOA) anions are common 
constituents of soils. Their presence is the result of plant root exudation, 
microbial activity, and cell lysis (Jones, 1998; Jones et al., 2003; Strobel, 2001; 
van Hees et al., 2000). The types and concentrations of LMMOAs in the soil 
solution fluctuate as a function of plant and microbial exudation, soil mineralogy, 
environmental conditions (e.g. temperature, moisture content, nutrient 
availability, etc.), and organic acid degradation rates (Jones et al., 2003; Ryan et 
al., 2001; Strobel, 2001; Sulyok et al., 2005; van Hees et al., 2000). Still, many 
LMMOAs have been shown to exist in the soil solution in significant 
concentrations. Current extraction methods are insufficient to properly assess the 
exact concentrations of LMMOAs in soils. However, concentrations generally 
range from 1 to 50 µM, with the highest concentrations of LMMOAs in soils found 
in the rhizosphere and microenvironments surrounding soil microbe (van Hees et 
al., 2001; Jones, 1998; Strobel, 2001; Ryan et al., 2001).  
Organic acids vary in complexity from simple, carbon-chain aliphatic acids 
to complex, phenolic ring structures (Strobel, 2001; Essington, 2003; van Hees et 
al., 2003). Aliphatic acids consist of a carbon backbone with one or more 
attached carboxyl groups, and include oxalate, acetate, formate, citrate, and 
malate. An anionic charge on these compounds can arise from carboxyl 
dissociation, the extent to which is influenced by the type and number of moieties 
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present on the carbon chain and the pH of the soil solution (Jones and 
Brassington, 1998; Jones, 1998; Strobel, 2001).  Organic acid structure (i.e. 
number of attached carboxyl groups) and charge development are important to 
the reactivity of these acids in soil solutions (Jones, 1998; Evanko and Dzombak, 
1999). Both the sustained presence and chemical properties of LMMOAs 
suggest that organic acids may play an important role in many soil processes, 
including, mineral solubilization, nutrient mobilization and uptake, and soil 
structural development (aggregation) (Jones et al., 2003). 
Several studies have documented an increase in the concentration of 
LMMOAs in the rhizosphere, via enhanced plant root and microbial exudation, in 
response to nutrient (e.g. P, Mn, Cu, Zn, and Fe) deficiency (Sulyok et al., 2005; 
Jones et al., 2003; Jones, 1998).  Enhanced exudation of LMMOAs has also 
been reported in environments containing potentially phytotoxic concentrations of 
Al. Aqueous complexation by LMMOAs serves to mitigate the toxic effects of Al 
(Jones, 1998). Whether or not this enhanced exudation is a passive or active 
process remains to be determined.  However, elevated organic anion 
concentrations may enhance nutrient mobility and availability by a number of 
mechanisms, including the formation of soluble complexes with metal cations; 
enhancing the dissolution of sparingly soluble soil minerals; restricting the 
crystallization of minerals; and by competing with nutrients for adsorption sites 
(Jones, 1998; Jones et al., 2003; Strobel, 2001; Strom et al., 2005; Sulyok et al., 
2005). The potential importance of LMMOAs in soil chemical processes has 
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resulted in widespread interest for the possible utilization of LMMOAs in 
agriculture and for soil remediation. 
Ligands and anions in soil solution may adsorb to surface sites via a 
combination of inner-sphere and outer-sphere mechanisms, based on their ability 
to displace H2O or OH- that reside in the coordinated environment of the metal 
cations at the surface. Ligands with the ability to displace H2O and OH- from the 
mineral surface and bind directly to the metal are bound by specific (inner-
sphere) mechanisms, a process known as chemisorption.  Non-specific (outer-
sphere) complexes are formed by anions that lack the ability to displace surface 
H2O and are held to the mineral surface by electrostatic interactions (physical 
adsorption)  (Essington, 2003). The specific adsorption of a ligand can be 
described by the ligand exchange reaction:  
≡SOH° + Ll- + H+ = ≡SL1-l + H2O                                 [1] 
while the non-specific retention of an anion is described by the anion exchange 
reaction: 
                                 ≡SOH2+―A- + B- = ≡SOH2+―B- + A-                        [2]            
where, ≡S is a surface-exposed metal, L is a ligand with l- charge, and A- and B- 
are monovalent anions. 
The surface complexation of LMMOAs may result in the displacement of 
chemisorbed ligands into solution (e.g. HAsO42-, HPO42-, etc.)  (Jones, 1998; 
Blake and Walter, 1996; Gao and Mucci, 2001).    If chemisorption occurs, 
through the formation of complexes with mineral surface functional groups, 
mineral surface charge characteristics may also be affected (Xu et al, 2003; Yao 
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and Yeh, 1996; Filius et al., 1997; Antelo et al., 2005; Li et al., 2008; Sposito, 
1984). For example, the surface complexation reaction in Eq. [1] indicates that 
the overall surface charge of the mineral will become more negative upon ligand 
adsorption, if the ligand charge is < -1 (l >1).  
Xu et al. (2003) investigated the effects of four LMMOAs (citrate, malate, 
acetate, and oxalate) on the surface charge of three variable charge soils (hyper-
rhodic/rhodic ferrasols and a haplic acrisol). The study found surface charge to 
be reduced by the LMMOAs following the order citrate > malate > oxalate > 
acetate. They noted that surface charge was significantly affected on both the 
hyper-rhodic and rhodic ferrasols, where positive surface charge increased and 
negative charge decreased as a function of increasing pH. The study also noted 
that the extent of effect to surface charge was reportedly related to the iron 
content of the soil. 
Moreover, specifically adsorbed organic ligands have been shown to 
compete with other chemisorbed ligands for surface sites, and to enhance the 
dissolution of minerals through the formation of soluble metal complexes 
(Essington and Anderson, 2008; Essington et al., 2005; Wang et al., 2005; 
Dietzel and Bohme, 2005; Blake and Walter, 1995; Jones, 1998; Violante and 
Pigna, 2002). Violante and Pigna (2002) investigated the competitive adsorption 
of AsO4 and PO4 onto metal oxide surfaces and two soil samples as a function of 
pH, LMMOA concentrations (ranging from 0.5 to 50 mmol L-1), ligand surface 
coverage, and time of contact of the ligand.  Results from this study indicated 
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that both AsO4 and PO4 were chemisorbed to the mineral surfaces. The 
competition between the ligands varied as a function of mineral type, pH, and 
ligand concentration in solution. Iron oxide surfaces preferred AsO4, while Al 
oxides preferred PO4, and ligand preference was increased with increasing 
solution concentration. Results from this study suggest that the fate of AsO4, a 
known toxin to humans and animals, in soils is influenced by both soil mineralogy 
and the presence of PO4. The presence of LMMOAs in the soil solution has also 
been shown to influence precipitation and dissolution of minerals by inhibiting 
mineral crystallization (Huang and Violante, 1986).  In high concentrations, 
LMMOAs may saturate adsorption sites, thereby interfering with crystal growth 
(Blake and Walter, 1996; Huang and Violante, 1986; Kwong and Huang, 1977, 
1979).  
As previously stated, the ability and extent to which LMMOAs complex 
metal cations in solution and to react with mineral surfaces may be influenced by 
the molecular structure and charge of the anion (Evanko an Dzombak, 1998; 
Huang et al., 2003; Jones et al., 2003; Li et al., 2008; Strobel, 2001).  Evanko 
and Dzombak (1998) investigated the influence of LMMOA structure on 
adsorption to the goethite surface. Aliphatic chain length and the relative position 
of carboxyl and phenolic groups appeared to influence sorption by dictating the 
types of surface complexes that would form.  Evanko and Dzombak (1999) 
suggested that the type and arrangement of moieties on the carbon structure 
could influence adsorption properties of organic acids by soils. Results of these 
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studies demonstrated a decrease in adsorption by goethite when a carboxyl 
group lies adjacent to a phenolic group on the carbon chain.  However, 
adsorption increased when two phenolic groups neighbored on the carbon chain. 
The compounds containing multiple carboxylic groups showed greater adsorption 
tendencies than compounds with one carboxylic group.  Results of these studies 
also suggested that surface complexation modeling could be employed to 
describe the sorption of many LMMOAs onto goethite. 
In general, the more recognized LMMOA anions, such as citrate, malate, 
oxalate, and succinate, have been the main focus of research on LMMOAs 
(Jones, 1998; Antelo et al., 2005; Evanko and Dzombak, 1999; Strobel, 2001; 
Filius et al., 1997).  However, the soil is a chemically complex environment, and 
many more LMMOAs exist in soils for which their impacts on the soil chemistry 
are not well-understood.  One such LMMOA is 2-ketogluconate (kG) (C6H9O7), a 
compound formed as a microbial byproduct of glucose oxidation. It is known to 
be produced by Klebsiella, Bacillus, Streptomyces, Pseudomonas, Aerobacter, 
and Acetobacter (Klasen et al., 1992); and has been found in the rhizosphere of 
several agricultural crops, including wheat, corn, and peas (Moghimi and Tate, 
1978). Duff et al. (1962) investigated the solubility of several soil minerals in the 
presence of kG and determined kG to be an effective chelating agent, even at pH 
< 3.5. Moreover, their study showed kG to increase the solubilization of PO4-
bearing minerals. 
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 Ketogluconate consists of a six-carbon backbone with one carboxylic 
group (1st carbon), one carbonyl group (2nd carbon) and four alcohol groups 
(carbon atoms 3rd-6th) (Fig. 1).  Other structural configurations (five-member and 
six-member ring) may exist; assuming kG is structurally similar to gluconic acid 
(Essington et al., 2005). A study by Nelson and Essington (2005) determined kG 
to be a relatively strong weak acid, with a pKa of 3.00 ± 0.06. The study suggests 
that a second acidic functional group exists on the structure, with a pKa of 11.97 
± 0.41. This second acidic functional group was postulated to be the result of 
dissociation of the alcohol which lies on the 3rd carbon on the carbon chain.   
Furthermore, they proposed that the dissociation of this moiety is promoted by 
the electronegativity of the proximate carbonyl group (2nd position).  
Ketogluconate has been shown to influence soil chemical processes, such as 
mineral solubility and metal complexation.  Studies have suggested that kG may 
promote phosphate mobility and availability to plants through the increased 
solubility and dissolution of PO4-bearing minerals. Moghimi and Tate (1978) 
studied the solubility of Ca-phosphates and found kG to promote the dissolution 
of these minerals, though not as effectively as citrate or acetate. Halder and 
Chakrabartty (1993) suggested that increased concentrations of kG in solution 
would increase the solubility and dissolution of Ca-phosphates.  Evaluations by 
Essington et al. (2005) showed that kG was as effective as citrate in enhancing 
the solubility of goethite and gibbsite, possibly through the chelation of aqueous 
Al and Fe species. The potential complexation of Fe3+ species in soil solution  
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Figure 1. Molecular structure of 2-Keto-D-gluconate. Structure consists of a 
six-carbon backbone with a carboxyl group (1st carbon), a carbonyl group 
(2nd carbon) and four alchohol groups (3rd-6th carbons). The carbon 
atoms are numbered accordingly. 
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suggests that this ligand may play an important role in the cycling of Fe by 
enhancing bioavailability. Similarly, the complexation with Al3+ species indicates 
that kG may effectively aid in Al detoxification. Essington and Anderson (2008) 
conducted a study to characterize the adsorption of kG by gibbsite, goethite, and 
kaolinite as influenced by pH, ionic strength, and presence or absence of 
competing ligands (PO4, AsO4, and SO4).  These studies found that kG sorption 
was a function of pH, but was independent of ionic strength.  They also found 
that kG competed with the other ligands for sorption sites. Based on their results, 
the authors concluded that kG was retained at the mineral surfaces by specific 
adsorption mechanisms.  
Overall, studies on kG suggest that this ligand is capable of influencing 
rhizosphere chemistry. The results indicate that kG may be a useful tool in the 
remediation of nutrient depleted agricultural ecosystems by enhancing nutrient 
phytoavailability. However, the characterization of kG adsorption behavior is 
incomplete. Further evaluation of this organic acid is required to provide a more 
complete characterization of  its adsorption behavior. Additional experimental 
evidence that may elucidate kG adsorption mechanisms include: 1) examining 
the impact of kG adsorption on mineral surface charge characteristics and 2) 
evaluating the thermodynamics of kG sorption.  
Generally, there are two types of charge that may develop on mineral 
surfaces: permanent and pH-dependant.  Permanent charge develops as a result 
of isomorphic substitution at the time the mineral precipitates or crystallizes into 
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solid form and is not influenced by environmental perturbations. Permanent 
charge typically results in an overall net negative charge and is found specifically 
in phyllosilicate minerals (e.g. vermiculite and smectite) (Essington, 2003). Unlike 
permanent charge, the development of pH-dependant charge is strongly 
influenced by environmental factors and results from the protonation and 
deprotonation of surface hydroxyl groups attached to the mineral surface. 
Depending on the attributes of the soil solution, the overall net charge of the 
mineral may be positive, negative, or neutral (Essington, 2003). The pH-
dependant surface charge may develop on the surface functional groups of 
phyllosilicates, metal oxides (amorphous and crystalline), hydroxides, and 
oxyhydroxides.   
Though permanent and pH-dependant charges are the dominant 
contributors of surface charge, the heterogenic nature of mineral surfaces may 
result in additional sources of charge. The basic concept of surface charge 
density combines the contributing charges on mineral surfaces into an intrinsic 
surface charge density (σin): 
σin = σO + σH                                                    [3] 
where σO is the permanent structural charge density (associated with isomorphic 
substitution) and σH is the net proton charge density (associated with pH-
dependant charge) (Sposito, 1984; Essington, 2003).  
Variable charge surfaces (v-c), also called constant potential mineral 
surfaces, bear a net proton charge. These charges have a fixed number of 
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surface functional groups that may either protonate or deprotonate, and are 
typically found on the edges of layer silicates and on hydrous metal oxides, such 
as goethite (FeOOH) (Essington, 2003). The surface charge characteristics of v-c 
minerals are commonly determined by either potentiometric or salt titration. 
Potentiometric titration (PT) measures the variation in σH, as a function of pH for 
a mineral suspension at a fixed ionic strength (Essington, 2003). Salt titration 
(ST) measures the change in pH (∆pH) for a set of equilibrated mineral 
suspensions, over a range of pH and at two or more ionic strengths (Sposito, 
1984). Both of these methods of analysis are useful for determining the points of 
zero charge (pHpzc) for a mineral and for describing the adsorption mechanisms 
of ligands onto v-c surfaces (Appel et al., 2003; Jodin et al., 2005; Tan et al., 
2008; Sakurai et al., 1989). 
The pH values where one or more of the surface charge densities vanish 
are known as the points of zero charge. The values are conditional to the surface 
charge densities to which they are associated (i.e. how they are quantified) and 
can differ numerically from one another as a result.  Table 1 summarizes the 
definitions and quantification of the important points of zero charge (Sposito, 
1984). As a general rule, the chemisorption of a ligand will result in a negative 
shift in the point of zero charge (pHpzc) of goethite (Sposito, 1984). Inner sphere 
ligand adsorption is less affected by ionic strength changes than outer-sphere 
ligands because the background electrolytes are unable to compete for inner 
sphere adsorption sites (Sposito, 1984). 
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The measured values of pHpzc can vary significantly for the same mineral 
as a function of variations in mineral type and purity, contamination during 
analysis, and the use of different background electrolytes. For instance, the pHpzc 
of goethite has been reported to range from pH 7 to 9.48 (Yoon et al., 1979; 
Madrid and De Arambarri, 1978; Strauss et al., 1997; Evans et al., 1979; Zeltner 
and Anderson, 1988). Yoon et al. (1979) reported pHpzc of 9.48 based on 
theoretical calculations from crystyllographic data. Further, Strauss et al. (1997) 
conducted a study to investigate the effects of crystallinity of goethite on surface 
charge properties. They concluded that variations of pHpzc values were the direct 
result of CO2 contamination, the background electrolyte used in the study, 
goethite purity, and surface area of the goethite mineral (as crystallinity 
decreased, surface charge increased).  
Measurements of the pHpzc for v-c minerals are typically performed, as 
mentioned above, by potentiometric or salt titration. Studies indicate the methods 
to be comparable to one another in the accuracy of the readings (Sakurai et al., 
1987; Uehara and Gilman, 1980; Tan et al. 2008; Sakurai et al., 1989; Terte et 
al., 2006; Sposito, 1984). A comparison performed by Sakurai et al. (1989) 
between PT and ST methods showed that ST methods adjusted for ionic 
strength effects were comparable to PT methods and favorable, as the method is 
less laborious and required smaller sample amounts. As no standard method 
exists for either the PT or ST, there are many variables between reported 
studies. For instance, studies vary based on background electrolyte, mineral  
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Table 1. Definitions and methods of quantification for some of the pHpzc. 
Symbol Name Method of measurement Defining 
conditions 
PZC* Point of zero charge Electrokinetic σD** = 0 
PZNPC Point of zero net proton 
charge 
Potentiometric titration σH = 0 
PZSE Point of zero salt effect Potentiometric or Salt 
titration 
(δσH/δI)T  = 0 
PZNC Point of zero net charge Potentiometric titration σOS** + σD = 0 
*Also called the isoelectric point (IEP).   
** Other contributing charges that were mentioned, where σD is surface density of 
dissociated charge and  σOS is surface density of outer sphere charge. 
 
preparation, CO2 levels, equilibration times for the experiment, and measurement 
times. In the case of PT, the direction of the titration may also influence the 
measured surface potentials.  
The literature is replete with studies conducted to determine the 
adsorption mechanisms of ligands by variable charge minerals (Sposito, 1984). 
Kwong and Huang (1979) studied the surface reactivity of gibbsite [Al(OH)3] in 
presence of several organic acids, including citric, malic, aspartic, and benzoic. 
Their results showed a decrease in the pHpzc of gibbsite in the presence of each 
of these organic acids, and that citric acid had the greatest impact on pHpzc.  
Based on their findings, Kwong and Huang (1979) concluded that the organic 
acids were chemisorbed. A study by Tombacz et al. (2000) observed the effect of 
ionic strength and pH on the interaction between humic acid (humate) and 
boehmite [γ-AlOOH]. The study concluded that humate adsorption was a function 
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of ligand exchange. Surface charge variations on the boehmite were noted by the 
apparent increase in adsorption as ionic strength increased in acidic regions, and 
a general decrease in adsorption as pH increased across the range studied.  
Information about ligand retention mechanisms can also be provided using 
thermodynamic evaluations (Weerasooriya, et al., 2003; Vega et al., 2003; Blesa 
et al., 1984; Angove et al., 2006; Mustafa et al., 1998; Angove et al., 1998; 
Berube and de Bruyn, 1967; Erdem and Ozverdi, 2006; Blake and Walter, 1996).  
Thermodynamic evaluations to determine the Gibbs free energy (∆G°ad), 
enthalpy (∆H°ad), and entropy (∆S°ad) of adsorption reactions are useful 
indicators of the types of complexes formed at the solid-solution interface 
(Krauskopf and Bird, 2003).  Information from adsorption isotherms, coupled with 
the van’t Hoff equation, can be used to determine the enthalpy (∆H°ad) and 
entropy (∆S°ad) of adsorption:  
                                                                                    [4] 
where k is an empirical equilibrium constant that describes the adsorption 
reaction, T is the temperature (Kelvin), and R is the natural gas constant 
(Krauskopf and Bird, 2003).  
The empirical equilibrium constant (k) is a measure of the intensity of 
adsorption and can be obtained by generating an isotherm equation that best fits 
the adsorption data. The Langmuir equation is one of many models that may be 
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used to generate an adsorption constant. The linear form of the Langmuir 
equation is: 
                                                                                   [5] 
where q is the amount adsorbed at equilibrium (mmol L-1), Ceq is the amount in 
solution (mmol L-1), b is the adsorption maxima, KL is the Langmuir adsorption 
constant (L kg-1), and bKL is the slope of the isotherm (k in Eq. [4]) as q 
approaches zero.  
In order to determine ∆H°ad using the van’t Hoff equation (which assumes 
that ∆H°ad and ∆S°ad are independent of T) (Essington et al., 2004), the variation 
of the adsorption constant k as a function of T must be determined. It can be 
seen from Eq. [4] that if a plot of lnk versus 1/T is linear, then the slope is  
and the intercept is : 
                                                                   [6] 
 The enthalpy of adsorption (∆H°ad) generated from the van’t Hoff equation can 
be used provide information about the adsorption reaction (heat of the reaction 
and driving force)  and the mechanism of ligand retention (Table 2). If ∆H°ad is 
large and positive inner-sphere complexation is inferred. However, if ∆H°ad is 
small and positive, or negative, outer-sphere complexation is inferred 
(Weerasooriya et al., 2003; Angove et al., 1998). Positive ∆H°ad values are 
indicative of endothermic reactions, where adsorption k-values increase with 
increasing temperature (Krauskopf and Bird, 2003).  Endothermic reactions are  
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Table 2. Relationships between adsorption mechanisms and 
thermodynamic properties. 
 Adsorption mechanism 
Property Chemical Physical 
Heat of reaction Endothermic Exothermic 
Driving force Entropic Enthalpic 
    
generally thought to indicate inner-sphere (chemisorption) adsorption 
mechanisms.  Inner- sphere complexation requires the formation of covalent 
bond character, which requires energy. At higher temperatures, chemisorption is 
supported by “excited” ions in solution that provide energy for covalent bond 
formation.  Conversely, negative ∆H°ad values are indicative of exothermic 
reactions, where adsorption k-values decrease with increasing temperature. 
Exothermic reactions indicate physical adsorption (outer-sphere complexation) 
(Weerasooriya et al., 2003; Angove et al., 1998; Berube and DeBruyn, 1967, 
Erdem and Ozverdi, 2006; Kovaios et al., 2006; Vega et al., 2003). Physical 
adsorption requires the formation of weak electrostatic bonds which require ions 
to exist in close proximity to one another on the surface. As temperatures 
increase, ions in solution become more mobile; therefore, electrostatic bond 
formation decreases.  
Enthalpy values may also be used to compute the Gibbs free energy 
(∆G°ad) values:   
∆G°ad = ∆H°ad - T∆S°ad                             [7] 
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When T∆S°ad is a large contributor to ∆G°ad, relative to ∆H°ad, the process is 
entropically driven. This also suggests that the adsorption process is 
chemisorption. However, when ∆H° ad is a large contributor to ∆G°ad, relative to 
T∆S°ad, the process is enthalpically driven. This suggests that the adsorption 
process is physical.  Entropically driven processes adsorb heat and energy which 
can be used to form the strong covalent bonds associated with chemisorption. 
Whereas, enthalpically driven processes release heat as a result of high activity 
from ions in the solution at high temperatures (Weerasooriya et al., 2003; Angove 
et al., 1998; Watkins et al., 2006).   
Although numerous studies have focused on the influence of LMMOA 
adsorption on the surface charge of minerals, the use of thermodynamic 
evaluations has been largely ignored. However, several studies have employed 
thermodynamics to characterize the adsorption reactions of metal and ligand ions 
by mineral surfaces (Angove et al., 1998; Watkins et al., 2006; Weerasooriya et 
al., 2003).  For example, Weerasooriya et al. (2003) performed a thermodynamic 
evaluation of the adsorption of Hg(II) to gibbsite. They found that the reaction 
was endothermic and enthalpically driven. Based on their findings, the authors 
concluded that the ion exchange was the primary mechanism of retention. 
Angove et al. (1998) considered the influence of temperature on the adsorption 
of Cd(II) and Co(II) onto kaolinite. The study looked at adsorption at several 
temperatures (between 10° and 70°C) and under three pH conditions (5.5, 7.0, 
7.5). Their study concluded that metal adsorption was endothermic and 
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entropically driven, and that the retention mechanism was dependant on the pH; 
ion exchange predominated at low pH values and proton exchange occurred at 
high pH values. 
Although numerous studies have been performed to examine the 
adsorption behavior of kG by v-c minerals, much remains unknown. Studies have 
indicated that kG may play an important role in many soil chemical processes 
such as enhancing mineral solubility and competing with plant nutrients and 
toxins for adsorption sites. However, a more complete characterization is 
necessary to assess kG adsorption behavior in the environment.  
The objectives of this study were to: (i) determine the affect of kG 
adsorption on the pHpzc of goethite and (ii) determine the affects of temperature 
on the adsorption of kG to goethite. The results of this study will provide 
additional experimental evidence on the adsorption mechanism of kG onto 
constant potential mineral surfaces.  
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CHAPTER II 
MATERIALS AND METHODS 
        
All reagents were analytical grade. All solutions were prepared using 
Type-I deionized water (18Ω). All solutions were sparged with N2 gas for 18 h to 
remove dissolved CO2. Experiments were conducted under CO2-free conditions 
in a N2 glove box or by blanketing samples with N2 gas.     
Preparation of Solids 
 
 Goethite (FeOOH) was synthesized using the procedure described by 
Schwertmann et al. (1991). Solutions of 1 M Fe(NO3)3 and 5 M KOH were 
prepared in Type-I water. A 100-mL volume of the Fe(NO3)3 solution was 
transferred to a 2 L polyethylene bottle. The bottle was placed on a stir plate and 
a Teflon stir bar was added to provide vigorous stirring. A180-mL volume of KOH 
was then rapidly added to form a red precipitate. The suspension was 
immediately diluted to 2 L with Type-I water to quench the precipitation reaction. 
The polyethylene bottle was capped and placed in the oven at 70°C for 60 h to 
facilitate goethite crystallization.  Following the heat treatment, the suspension 
was transferred to 250 mL polypropylene centrifuge bottles and repeatedly 
centrifuge-washed using Type-I water until the pH of the supernatant liquid was 
near neutral.  The solid was then freeze-dried and stored at ambient temperature 
(20°C- 25°C) until needed. The freeze-dried solid was analyzed using X-ray 
diffraction (XRD) to confirm the nature of the solid (Fig. 2).  
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Figure 2. X-ray diffraction profile of goethite (powder mount). The vertical 
lines represent the standard goethite diffraction pattern. 
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Goethite suspensions (50 g L-1) at adjusted pH (5 and 9) were prepared 
for use in batch adsorption studies by bringing 50 g of goethite to a volume of 1 L 
in background electrolyte solution (0.01 M or 0.1 M NaNO3).  The suspensions 
were placed on a platform shaker for 30 minutes, then equilibrated undisturbed 
overnight at ambient temperature (20°C- 25°C). After equilibration, the pH of the 
suspension was adjusted to the desired pH using additions of 0.1 M HNO3 or 0.1 
M NaOH.  The concentration of goethite in the suspension was determined by 
taking 10 mL aliquots of the goethite suspensions and placing them in the oven 
at 70°C. Mass was recorded every 24 h until constant. 
 Preparation of Solutions 
 
 A hemi-calcium dihydrate salt of kG (Ca1/2kG•2H2O) was obtained from 
Sigma-Aldrich and used to prepare a 0.1 M Ca0.5kG solution. A stock solution of 
0.1 M Na-2-keto-D-gluconate (NakG) was then prepared by passing the Ca0.5kG 
solution through a column of Na-saturated exchange resin (DOWEX HCR-W2). 
Exchange resin was first added to the column, leaving approximately 2.5 cm of 
space in the column. The resin was saturated from the bottom using Type-I 
water. Once saturated, the resin was rinsed for five minutes using Type-I water, 
while maintaining a constant head over the resin. Next, the column was 
completely drained before repeating the above steps with a 1M NaCl solution. 
Following the NaCl rinse, the column was once again flushed with Type-I water 
until the drained solution was free of Cl-. Presence of Cl- in solution was testing 
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by adding one or two drops of an AgNO3 solution to an aliquot of the drained 
solution and checking for the formation of a milky precipitate. When no 
precipitate formed, the solution was considered free of Cl- and the resin was 
assumed to be Na-saturated. The 0.1 M Ca-kG solution was then used to 
saturate the column from the bottom, and allowed to remain in contact with the 
resin for approximately 2 minutes before it was drained from the column at a flow 
rate of one drop per two-three seconds. This process was repeated with the 
entire volume of the Ca-kG solution. Solution drained from the column in this final 
step was assumed to be Na-saturated, resulting in a 0.1 M Na-kG stock solution. 
The Na-kG stock solution was then used to prepare 1 mM working solutions.  
Background electrolytes of 0.01 M and 0.1 M NaNO3 were prepared from 
solid NaNO3 salt. Solutions of 0.01 M and 0.1 M HNO3 and 0.01 M and 0.1 M 
NaOH were prepared using J.T. Baker DILUT-ITTM analytical concentrates and 
Type-I water. Background electrolyte solutions for batch kG adsorption studies 
were then adjusted to pH 5 or pH 9 by additions of   acid (0.01 M or 0.1 M HNO3) 
or base (0.01M or 0.1 M NaOH) of solutions.  
 
Prolonged Salt Titration Analysis 
Method  
 The surface charge characteristics of goethite were determined using the 
prolonged salt titration method described in Tan et al. (2008). Batch titrations 
were prepared in 50-mL polypropylene centrifuge tubes. A 0.50 ± 0.001 g mass 
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of freeze-dried goethite was placed into each tube. To this was added a 10-mL 
volume of CO2 free Type-I water and additions of 0.01 M HNO3 or 0.01 M NaOH, 
to adjust solution pH (Table 3). Samples were placed onto a platform shaker and 
allowed to equilibrate for approximately 3 days at ambient temperature (20°C- 
25°C). After equilibration, samples were centrifuged at 1000 x g for 20 min to 
separate the solid and liquid phase.  
The pH values of the supernatant samples were measured, under a 
constant blanket of N2 gas, and recorded as pHi. All pH measurements were 
obtained using a Thermo Orion pH meter (Thermo Fisher Scientific, Waltham, 
MA) and a Thermo Orion Ross Series combination pH electrode.  Calibration of 
the pH electrode was performed using pH 4, 7, and 10 commercially-available 
buffers. The pH readings were recorded when drift was <0.01 mV min-1.   
After recording the pHi of each sample, a 0.05 mL volume of 2 M NaNO3 
was added to each tube to increase the ionic strength of the solution to 0.01 M  
 
 
Table 3. Acid/base additions for the prolonged salt titrations of goethite 
suspensions. 
Sample Type 1 Water    Goethite      0.01 M HNO3     0.01 M NaOH     
 mL g mL mL 
1A-B 10 0.5 0.5 - 
2A-B 10 0.5 0.25 - 
3A-B 10 0.5 0.1 - 
4A-B 10 0.5 - 0.1 
5A-B 10 0.5 - 0.5 
6A-B 10 0.5 - 1 
7A-B 10 0.5 - 1.5 
8A-B 10 0.5 - 2 
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NaNO3.  The tubes were then capped, vortexed, and placed on the floor shaker 
to equilibrate for approximately 30 h.  Again, following equilibration, the samples 
were centrifuged and the solution pH was determined and recorded as pHa. A  
second adjustment was made by adding 0.475 mL of 2 M NaNO3 to each tube to 
achieve a 0.1 M NaNO3 ionic strength. The tubes were again capped and shaken 
for approximately 30 h, centrifuged, and the supernatant pH determined 
(designated as pHb). The above experiments were repeated with the addition of 2 
mL of a 1 mmol L-1 kG to the goethite suspensions. 
Data Analysis  
Data from the study were analyzed according to the method of Tan et al. 
(2008). The pH electrode system is calibrated to measure the proton 
concentration in the goethite suspensions ([H+]). However, this method assumes 
that pHi is a measure of the proton activity [(H+)], as the goethite suspension 
does not contain a background electrolyte. A comparison of pHi with pHa and pHb 
values requires an adjustment to account for ionic strength effects:  
                              (H+) = γ [H+]                                                 [7] 
where  is the single ion activity coefficient for the proton. The activity coefficient 
was determined using the Davie’s equation [I is always < 0.5 for pHa and pHb]: 
                                                                           [8] 
where A is a constant (0.5116 L0.5 mol-0.5), z is the charge (valence) of the proton, 
and  I is the ionic strength of the solution. Once modified according to Eqs. [8] 
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and [7], the pHa and pHb become pHa* and pHb*, where pH * = -log (H+). The 
differences between pHi and the pHa* and pHb* values is defined by:  
                                               ∆pHa-b =  – pH*a-b                                              [9] 
which generates two salt titration data sets: ∆pHa and ∆pHb. The point of zero 
charge (pHpzc) of the goethite was determined by plotting ∆pHa-b vs. pHi. The 
common point of intersection of these two graphs is the pHpzc. 
Adsorption Isotherm Studies 
Method 
 The adsorption of kG by goethite was determined as a function of kG 
concentration, ionic strength (0.01 M and 0.1 M NaNO3), pH (pH 5 and 9) and 
temperature (7°C, 25°C, and 45°C). Each adsorption experiment was performed 
in triplicate. All adsorption studies were performed in 50-mL polypropylene 
centrifuge tubes. Temperature control was achieved by equilibration in incubators 
and limiting exposure to ambient temperatures by placing in samples in a 
Styrofoam block, to act as a thermal jacket, when preparing samples and 
recording pH measurements. The 1 mM NakG working solution was also pre-
equilibrated to match the temperature of the samples prior to the addition to the 
reaction vessels. Blanks (samples without goethite) were prepared in duplicate 
for each adsorption experiment. The goethite suspensions were prepared at 0.01 
M or 0.1 M NaNO3 ionic strength and pH-adjusted and were vigorously shaken 
before transfer by volumetric pipette to each reaction vessel. The NaNO3 
background solution and pH adjustors were then added to the tubes. Tables 4 
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through 7 show the volumes of solutions added to the reaction vessels for each 
experiment. The tubes were capped, vortexed, and placed into an incubator set 
to 7°C, 25°C, or 45°C ± 1°C and allowed to equilibrate for 16h. After the pH 
equilibration, temperature-matched 1 mM NakG solutions were added (Tables 4 
through 7) to achieve a range of initial concentrations (0.02, 0.03, 0.04, 0.05, 
0.06, 0.08, and 0.1 mM). The result was a 10 g L-1 solid-solution ratio (0.2 g per 
tube) and a total volume of 20-mL.  The vessels were returned to the incubator 
and equilibrated for 72 h.  The samples were hand-shaken every 12 hours to re-
suspend the solid into solution. After the 72 h equilibration, the pH of the 
supernatant was determined for each sample using a Thermo Orion pH meter 
(Thermo Fisher Scientific, Waltham, MA), and a Thermo Orion Ross Series 
combination electrode.  Calibration of the pH electrode was performed using 
commercially-available buffer solutions (pH 4, 7, and 10 with an accuracy of ± 
0.01 pH units, adjusted for temperature) and at the temperature of the study. The 
pH readings were recorded when drift was <0.01 mV min-1. The supernatant was 
then withdrawn and filtered through a 0.2 µm IC Millex-Millipore syringe driven 
filter.   
Solution kG concentrations were determined using high performance 
liquid chromatography (HPLC)  (HP Series 1100, Hewlett-Packard, Santa Clara, 
CA), with an Aminex HPX-87H organic acid analytical column (BIORAD, 
Hercules, CA), a guard column, and UV detection at 215 nm.  The organic acid  
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Table 4. Volume (mL) of solutions and suspension added to triplicate 
reaction vessels for the batch 2-ketogluconate adsorption isotherm studies 
at pH 5 and in 0.01 M NaNO3 at 7°C, 25°C, and 45°C.  
System 0.01 M NaNO3†     Goethite†     1.0 mM  Na-kG     TOTAL       
1 15.1 4.5 0.4 20 
2 14.9 4.5 0.6 20 
3 14.7 4.5 0.8 20 
4 14.5 4.5 1 20 
5 14.3 4.5 1.2 20 
6 13.9 4.5 1.6 20 
7 13.5 4.5 2 20 
† For the blank systems, the volume of 0.01 M NaNO3 was increased by 4.5 mL and the goethite 
suspension was not added. The electrolyte concentration of the goethite suspension was 0.01 M 
NaNO3. 
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Table 5. Volume (mL) of solutions and suspension added to triplicate 
reaction vessels for the batch 2-ketogluconate adsorption isotherm studies 
at pH 9 and in 0.01 M NaNO3 at 7°C, 25°C, and 45°C. 
system 0.01 M NaNO3†      Goethite†    1.0 mM  Na-kG    TOTAL       
1 15.1 4.5 0.4 20 
2 14.9 4.5 0.6 20 
3 14.7 4.5 0.8 20 
4 14.5 4.5 1 20 
5 14.3 4.5 1.2 20 
6 13.9 4.5 1.6 20 
7 13.5 4.5 2 20 
†For the blank systems, the volume of 0.01 M NaNO3 was increased by 4.5 mL and the goethite 
suspension was not added. The electrolyte concentration of the goethite suspension was 0.01 M 
NaNO3. 
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Table 6. Volume (mL) of solutions and suspension added to triplicate 
reaction vessels for the batch 2-ketogluconate adsorption isotherm studies 
at pH 5 and in 0.1 M NaNO3 at 7°C, 25°C, and 45°C. 
system 0.01 M NaNO3†      Goethite†     1.0 mM  Na-kG  TOTAL       
1 15.1 4.5 0.4 20 
2 14.9 4.5 0.6 20 
3 14.7 4.5 0.8 20 
4 14.5 4.5 1 20 
5 14.3 4.5 1.2 20 
6 13.9 4.5 1.6 20 
7 13.5 4.5 2 20 
† For the blank systems, the volume of 0. 1 M NaNO3 was increased by 4.5 mL and the goethite 
suspension was not added. The electrolyte concentration of the goethite suspension was 0.1 M 
NaNO3. 
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Table 7. Volume (mL) of solutions and suspension added to triplicate 
reaction vessels for the batch 2-ketogluconate adsorption isotherm studies 
at pH 9 and in 0.1 M NaNO3 at 7°C, 25°C, and 45°C. 
system 0.01 M NaNO3†     Goethite†     1.0 mM  Na-kG  TOTAL       
1 15.1 4.5 0.4 20 
2 14.9 4.5 0.6 20 
3 14.7 4.5 0.8 20 
4 14.5 4.5 1 20 
5 14.3 4.5 1.2 20 
6 13.9 4.5 1.6 20 
7 13.5 4.5 2 20 
†For the blank systems, the volume of 0. 1 M NaNO3 was increased by 4.5 mL and the goethite 
suspension was not added. The electrolyte concentration of the goethite suspension was 0.1 M 
NaNO3. 
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column required temperature regulation and was placed in a Waters TCM 
temperature control module (Millipore-Waters, Milford, MA) at 35°C. A 5 mM  
H2SO4 eluent was used at a flow rate of 0.6 ml min-1.  The injection volume of the 
sample was 200 µL. Retention time for kG was 9.2 min with a method detection 
limit (MDL) of 0.002 mM.   
Data Analyses 
 Data generated from the goethite blanks was defined as the initial 
concentrations (Cin, mM) of kG for each sample.  Analyses of filtered samples 
from each adsorption system provided equilibrium solution concentrations (Ceq, 
mM). The concentration of adsorbed kG (q, mmol kg-1) was derived as follows: 
                                                                                   [10] 
where Vl is the volume of solution (20 mL) and ms is the mass of the goethite (0.2 
g). Adsorption isotherms were generated by plotting q vs. Ceq, for each system 
and each combination of ionic strength, pH, and T.   
In this study, the Langmuir equation was found to provide the best fit to 
the data and was employed to describe the adsorption of kG to the goethite 
surface. The Langmuir constant (KL) and adsorption maximus (b) were generated 
for each of the isotherms, which were then employed in the thermodynamic 
evaluations of kG adsorption. The Langmuir model was theoretically derived to 
describe the adsorption of gas molecules to a planar solid of infinite extent and is 
described by the equation : 
                                                                                                 [11] 
  
 
32
where b is described as the adsorption maximum (mmol kg-1) and KL is the 
Langmuir constant (Essington, 2003). However, the Langmuir equation may also 
be derived using the generic adsorption reaction:  
       ≡S + L = ≡SL                   [12] 
The concentration-based equilibrium constant for this reaction is 
                                            [13] 
The total concentration of adsorption sites is given by 
                     ST  = [≡S] +[≡SL]                   [14] 
Rearranging, 
                   [≡S] = ST – [≡SL]               [15] 
And substituting into Eq. [13] 
                                 [16] 
Rearrangement leads to 
KST[L] = [≡SL][1 + K(L)]                            [17] 
or, 
                          [18] 
where [≡SL] = q; [L] = Ceq; ST = b; and K = KL. The Langmuir equation constants, 
KL and b may be obtained by either non-linear or linear regression analysis. 
In order to apply the Langmuir model to generate adsorption constants 
with linear regression analyses, it is necessary to transform Eq. [11] into an 
equation of the form: y = mx + b (where y and x are dependant and independent 
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variables, b is the y-intercept, and m is the slope). Rearranging Eq. [11] into this 
form yields: 
                                                                                 [19] 
A plot of the adsorption data with  (y-axis variable) and q (x-axis variable) 
yields a linear line if the data conforms to the Langmuir model. Linear regression 
generates an equation, where -KL is the slope of the isotherm, bKL is the y-
intercept, and b is the x-intercept.  
 
Thermodynamic Evaluations 
 
 For each isotherm, the T of the adsorption study and the KL and b 
determined from the Langmuir equation were used, in conjunction with the van’t 
Hoff equation to determine the enthalpy (∆H°ad) and entropy (∆S°ad) of 
adsorption: 
                                                                                  [20] 
where k is the Langmuir constant times the adsorption maximum (bKL), R is the 
molar gas constant (8.3144 J mol-1K-1), and T is the constant temperature (K) 
(Krauskopf and Bird, 2003).  
As previously mentioned, the van’t Hoff equation assumes that ∆H°ad and 
∆S°ad are constant and independent of T (Essington et al., 2004); therefore, the 
variation of the adsorption constant as a function of T may be employed to 
compute these values. Enthalpy values for each system were determined by 
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linear plots of lnk versus 1/T according to Eq. [20], where is the slope, 
 is the intercept. The sign and magnitude of the ∆H°ad was used to provide 
information on the adsorption mechanism, as previously discussed.  
The Gibb’s free energy of formation (∆G°ad) is a measure of the 
substance’s ability to react and the extent of the reaction. The ∆G°ad was 
determined by the equation: 
                                                        ∆G°ad = -RTlnk                                  [21] 
or 
                                                    ∆G°ad = ∆H°ad - T∆S°ad                                   [22] 
At constant temperature and pressure, negative ∆G°ad values indicate that the 
reaction is spontaneous and irreversible, while positive ∆G°ad values indicate that 
energy must be supplied in order for the reaction to proceed (Krauskopf and Bird, 
2003).  
The driving force of the reaction was determined using ∆S°ad, ∆G°ad, and 
∆H°ad values that were obtained from the methods described above. As seen in 
Eq. [22], the magnitude of T∆S°ad contributes to the ∆G°ad value of the reaction; 
therefore, it can also suggest the driving force of the reaction.  Spontaneous, 
endothermic reactions would require a large positive value for T∆S°ad, resulting in 
a negative ∆G°ad. In general, reactions in which T∆S°ad is a large contributor to 
∆G°ad are said to be entropically driven (i.e. adsorb heat) and characteristic of 
endothermic (chemisorptions) reactions.  Reactions in which ∆H°ad is a large 
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contributor to ∆G°ad are said to be enthalpically driven (i.e. release heat) and 
characteristic of exothermic reactions (Krauskopf and Bird, 2003).  
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CHAPTER III 
Results and Discussion 
 
 
Surface Charge 
 
Goethite point of zero charge  
Salt titration analyses were used to determine the pHpzc of goethite. Ionic 
strength additions alter the electric potential of the goethite surface, resulting in a 
pH shift (ΔpH). Figure 2 depicts ΔpH versus the initial pH of goethite 
suspensions. The value at which ΔpH = 0 is assumed to equal the pHpzc of the 
solid.  Using this technique, the pHpzc of goethite was determined to be pH 7.58 ± 
0.006 (Figure 3). This value is comparable to accepted pHpzc values reported for 
goethite, which can range from pH 7 to 9.3 (Sposito, 1984; Strauss et al., 1997; 
Evans et al., 1979; Mustafa et al., 1998; Yoon et al., 1979; Filius et al., 1997). As 
previously discussed, the range in reported pHpzc values for goethite may result 
from differing experimental conditions, which include: equilibration time, exposure 
to atmospheric CO2, disparities in mineral synthesis and purity, and disparities in 
salt solution type and concentration, and human error. More studies would be 
required to determine the extent to which these variables influence the pHpzc 
measurements in prolonged salt titrations.  
Salt titration analyses were also used to determine the pHpzc of goethite 
suspensions containing 100 µM kG (Figure 3). The organic acid concentration  
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Figure 3. Salt titration analyses of goethite suspensions in 0.01 M and 0.1 M 
NaNO3. 
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Figure 4. Salt titration analyses of goethite suspensions in 0.01 M and 0.1 M 
NaNO3 containing 100 µM kG. 
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used in the analysis was chosen based on previous kG adsorption studies to 
yield a maximum surface excess of kG on the goethite surface (Anderson, 2004).  
The pHpzc of the goethite suspension in the presence of 100 µM kG was 
pH 7.24 ± 0.004. This pHpzc value is approximately 0.34 pH units lower than the 
pHpzc of goethite (Figure 2). Previous research has suggested that kG 
complexation by gibbsite may occur via ligand exchange mechanisms (Essington 
and Anderson, 2008). Ligand exchange (Eq. [1]) is the inferred adsorption 
mechanism when there is a downward shift in the pHpzc of the mineral that results 
from ligand retention (Essington, 2003; Sposito, 1984). Anderson (2004) showed 
that the adsorption of kG by goethite was independent of ionic strength, 
suggesting inner-sphere surface complexation. Further, he successfully modeled 
the retention of kG by goethite using the triple layer surface complexation model 
coupled with the 1-pKa approach. Two inner-sphere surface complexes were 
assumed. The ≡FekG-1/2 surface complex predominated when solution pH values 
were less than 8. Above this pH, a bidentate ≡Fe2kG complex was predicted to 
predominate. The observed shift in the pHpzc of goethite to lower values, in 
response to kG adsorption, supports the interpretations of Anderson (2004).  
Adsorption Studies 
Effects of pH and ionic strength 
Anderson (2004) examined the adsorption of kG by goethite as a function 
of pH and ionic strength at ambient temperature (22°C to 24°C). His experimental 
conditions of solid to solution ratio were identical to those employed in the 
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present study, although the background electrolyte type differed, as did the ionic 
strengths (0.001 M and 0.01 M NaCl). The findings of Anderson (2004) showed 
that at pH 5 and in 0.01 M NaCl, adsorbed kG was approximately 6.5 mmol kg-1 
from an initial 100 µM solution. At pH 9, adsorbed kG was approximately 4 mmol 
kg-1. In the present study, the adsorption of kG by goethite is a function of 
solution pH and ionic strength (Figures 5). The adsorption of kG at pH 5 and at 
25°C and 45°C increased with decreasing ionic strength. However, at pH 5 and 
7°C adsorption of kG slightly decreased with decreasing ionic strength. The 
adsorption of kG at pH 9 and at all temperatures increased with increasing ionic 
strength. This behavior indicates inner-sphere surface complexation, particularly 
if adsorption increases with increasing ionic strength at pH > pHpzc. 
Recent studies on the characterization of kG adsorption by variable 
charge minerals suggest that kG is a specifically-retained ligand (Anderson, 
2004; Essington and Anderson, 2008). Anderson (2004) found that kG 
adsorption to goethite was independent of ionic strength and concluded that kG 
was retained by the goethite surface by ligand exchange. Adsorption that is 
independent of ionic strength suggests inner-sphere complexation because ions 
in the background solution are unable to form inner-sphere surface complexes; 
thus, they would not affect the specific adsorption of ligands. The present study 
found that kG adsorption was a function of ionic strength, and that the influence 
of ionic strength was a function of pH. Anderson (2004) studied kG adsorption in  
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Figure 5a, b, and c. The effect of pH and ionic strength on the adsorption of 
kG by goethite at (a) 7°C, (b) 25°C, and (c) 45°C. 
(a) 
(b)
(c) 
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0.001 M and 0.01 M systems, while the present study used 0.01 M and 0.1 M 
background electrolytes. The 0.01 M systems are comparable between the two 
studies. In the present study, the 0.01 M and pH 5 systems at 25°C have a qmax 
of approximately 6 mmol kg-1 (Fig. 4b). This is consistent with the reported qmax of 
6.5 mmol kg-1 of Anderson (2004). A qmax of approximately 2.5 mmol kg-1 was 
obtained for the 0.01 M and pH 9 systems at 25°C in the present study. This 
value is less than the qmax of 4 mmol kg-1 reported by Anderson (2004), but the 
trend of reduced kG adsorption with increasing pH is consistent.  
The increase in adsorption with decreasing ionic strength at pH 5 may 
suggest that kG adsorption at low pH values occurs via an anion exchange 
mechanism (physical adsorption). Anion exchange by electrostatic interactions 
may be predicted to occur at low pH values because the surface charge of 
goethite is positive below pHpzc (Fig. 3). However, positive mineral surface charge 
at low pH values also encourages inner-sphere complexation via ligand 
exchange mechanisms. The shape of the adsorption isotherms at pH 5 also 
suggests that inner-sphere complexation. Adsorption in pH 5 solutions at 25°C 
and 45°C (Figures 5b and c) depicts a high intensity of adsorption at low surface 
excess of kG, which declines as surface excess increases until an adsorption 
maximum is achieved. This behavior is indicative of ligand exchange, wherein 
the adsorbed ligand is strongly retained by the mineral surface (Essington, 2003; 
Sposito, 1984).  
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The adsorption of kG at pH 9 increases with increasing ionic strength 
(Figure 5). The increase in adsorption noted in these systems may suggest the 
formation of soluble complexes between kG- and Na+ ions in solution in the 0.1 M 
NaNO3 and pH 9 solutions. Similar complexes were suggested by Filius et al. 
(1997), who performed a study to determine the adsorption mechanism of 
several organic acids to the goethite surface. Researchers in the study 
suggested the possible formation of Na-complexes in solution or associations 
with Na+ ions adsorbed to the mineral surface. Such interactions are most likely 
at higher ionic strengths and higher pH values and may further explain the salt 
dependency that is noted in kG adsorption isotherm studies. Several studies 
have also illustrated increased ligand retention with increasing ionic strength for 
specifically retained ligands, such as boron (Goldberg, 2005), and phosphate and 
arsenate (Antelo et al., 2005; Goldberg and Johnson, 2001; Partey et al., 2008). 
This phenomenon was described by Hiemstra and Reimsdijk (1999) as specific 
to environments where the pH is greater than the pHpzc. In these systems, 
adsorption increases because of a smaller repulsive interaction between 
negatively charged surfaces and the adsorbing ligands. The higher concentration 
of electrolytes screens the surface charge and collapse the diffuse layer.   
Effects of temperature  
 Adsorption data indicates that kG adsorption to goethite is a function of 
temperature (Fig. 6 through 9). Increasing the temperature resulted in an 
increase in the amount of kG adsorbed to the goethite surface, suggesting that  
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Figure 6. of temperature on the adsorption of kG by goethite at pH 5 and 
0.01 M NaNO3. The solid line represents the Langmuir adsorption isotherm 
model determined by non-linear regression analysis. 
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Figure 7.  Effects of temperature on the adsorption of kG by goethite at pH 
5 and 0.1 M NaNO3. The solid line represents the Langmuir adsorption 
isotherm model determined by non-linear regression analysis. 
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Figure 8. Effects of temperature on the adsorption of kG by goethite at pH 9 
and 0.01 M NaNO3. The solid line represents the Langmuir adsorption 
isotherm model determined by non-linear regression analysis. 
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Figure 9. Effects of temperature on the adsorption of kG by goethite at pH 9 
and 0.1 M NaNO3. The solid line represents the Langmuir adsorption 
isotherm model determined by non-linear regression analysis. 
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adsorption is endothermic. The adsorption behavior of kG as a function of 
temperature is comparable to findings in similar studies that examine PO4, As(III), 
and As(V) adsorption to Fe-hydroxides (Mezenner et al., 2008; Mustafa et al., 
2008; Partey et al., 2008).  
Thermodynamic Evaluations 
 The adsorption parameters were derived for each system using the 
Langmuir equation (Fig. 6 through 9). The isotherm equations were determined 
by nonlinear regression. The Langmuir model (Eq. 12) has two adjustable 
parameters, b, the adsorption maxima, and KL, the Langmuir constant (Table 8).  
 
Table 8. Langmuir adsorption parameters for the adsorption of kG by 
goethite.  
 0.01M NaNO3  0. 1M NaNO3 
Temperature (°C) b KL k†  b KL k† 
pH 5 
7 2.93 76.80 225.02  3.31 141.89 469.66 
25 7.11 75.07 533.8  3.83 60.40 231.33 
45 8.33 425.6 3545.3  6.53 415.11 2710.7 
pH 9 
7 1.85 79.52 147.11  4.83 51.89 250.6 
25 2.60 65.12 169.31  5.94 54.43 323.3 
45 4.86 95.14 462.4  5.64 202.73 1143.4 
†k = bKL 
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The product of b and KL (bKL) represent the slope of the isotherm as q 
approaches zero (Essington, 2003). At low surface coverage (as q → 0), the 
Langmuir equation collapses to the Henry’s Law equation (q = KHC; where KH is 
the Henry’s Law constant and KH = b KL). Therefore, the thermodynamic 
equilibrium constant (k, Eq. [20]) that is used to characterize kG adsorption is 
equal to bKL. Generally KH values increased with increasing T with the exception 
of the 25°C and 0.1M NaNO3 (Table 8). Both ΔH°ad and ΔS°ad were computed for 
kG adsorption using the van’t Hoff equation (Eq. 13), by plotting ln k against T-1 
(Figures 10 through 13). The lines within the plots represent the linear regression 
of the ln k vs. T-1 data. The equations obtained from the linear regression 
analysis were was used to determine the thermodynamic parameters for each 
system, where the -   is the slope and  is the intercept (Table 9). 
Table 9. Thermodynamic parameters of kG adsorption. 
 0.01M NaNO3  0. 1M NaNO3 
Temperature (°C) ΔH°ad 
kJ  mol-1 
ΔS°ad 
J K-1 mol-1 
ΔG°ad 
kJ  mol-1 
 ΔH°ad 
kJ  mol-1 
ΔS°ad 
J K-1 mol-1 
ΔG°ad 
kJ  mol-1 
pH 5 
7 -10.11  -11.54 
25 -10.70  -12.72 
45 
53.70 244 
-13.24  
34.18 173 
-14.28 
pH 9 
7 -11.26  -9.19 
25 -11.64  -10.9 
45 
22.32 120 
-12.04  
29.51 150 
-14.04 
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Figure 10. The van’t Hoff plot characterizing kG adsorption by goethite in 
pH 5 and 0.01M NaNO3 systems. The solid line is obtained by linear 
regression analysis. 
ln
 k
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Figure 11. The van’t Hoff plot characterizing kG adsorption by goethite in 
pH 5 and 0.1M NaNO3 systems. The solid line is obtained by linear 
regression analysis. 
ln
 k
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Figure 12. The van’t Hoff plot characterizing kG adsorption by goethite in 
pH 9 and 0.01M NaNO3 systems. The solid line is obtained by linear 
regression analysis. 
ln
 k
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Figure 13. The van’t Hoff plot characterizing kG adsorption by goethite in 
pH 9 and 0.1M NaNO3 systems. The solid line is obtained by linear 
regression analysis. 
 
 
 
 
 
 
 
ln
 k
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 The positive ΔH°ad values indicate that kG adsorption was endothermic, 
which indicates inner-sphere adsorption due to the high amounts of energy 
required to form the strong covalent bonds (Krauskopf and Bird, 2003). For all 
systems, the ΔH°ad values are positive, suggesting that the kG adsorption may 
occur via inner-sphere complexation mechanisms. In addition the magnitude of 
the ΔH°ad values computed for all systems suggests that ligand exchange is the 
predominant kG retention mechanism. Values reported in the present study are 
within the range of ΔH°ad values reported in recent studies examining PO4 
adsorption to variable charge mineral surfaces (Mustafa et al., 2008; Mezenner 
and Bensmaili, 2008; Juang and Chung, 2004). Mustafa et al. (2008) reported a 
ΔH°ad value of 39.06 kJ mol-1 when examining the effect of Ni2+ surface loading 
on the mechanism of PO4 sorption on an iron oxide. Juang and Chung (2004) 
examined PO4 sorption onto goethite and reported a ΔH°ad  value of 33 kJ mol-1, 
while Mezzener et al. (2008) reported a ΔH°ad value of 81.84 kJ mol-1 for the 
adsorption of phosphate on a Ca2+ enriched Fe-hydroxide. However, the 
magnitude of ΔH°ad that indicates chemisorption has not been well-established. 
Zhang and Selim (2008) indicated the physical adsorption is predominant when 
ΔH°ad is < 8 to 50 kJ mol-1. Enthalpy values of < 8 kJ mol-1 (Li et al., 2008) and < 
4 to 21 kJ mol-1 (Ferreiyo and Bussetti, 2007) have also been used to infer 
physical sorption. Ferreiyo and Bussetti (2007) also stated the chemisorptions 
would be indicated when ΔH°ad ranged from 100 to 500 kJ mol-1. However, Helmy 
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et al. (1996) reported a ΔH°ad of 25.11 kJ mol-1 for arsenate adsorption by Al-
oxide, and Partey et al. (2008) reported a ΔH°ad of 17.83 kJ mol-1 for arsenate 
adsorption by hydrous iron oxides. Since both phosphate and arsenate are 
chemisorbed by variable-charge minerals, the ΔH°ad values for kG adsorption 
may also imply chemisorption.  
Positive ΔS°ad values (Table 9) indicate that structural changes are 
occurring within each of the systems (Senthilkumaar et al., 2006). The ΔS°ad 
changes indicate that water molecules in the system become more disordered 
and mineral surfaces become less hydrated. This is consistent with the ligand 
exchange mechanism, where water molecules are replaced from the surface by 
kG (Eq. [1]).  
The ΔG°ad values were determined using Eq. 15 for each temperature of 
adsorption. These values are useful in characterizing the ability of kG to react 
with the goethite surface and the extent of the adsorption process. Negative 
ΔG°ad values were observed for all systems and temperatures, ranging  
from -9.19 to -14.28 kJ mol-1. The negative ΔG°ad values indicate that adsorbed 
kG is more stable than the individual reactants (surface and aqueous kG) at 
equilibrium. The ΔG°ad values also imply that stability of the adsorbed kG 
complexes increases with temperature. Finally, the driving force of the reaction 
can be determined based on values for ΔH°ad, ΔS°ad, and ΔG°ad using Eq. 16. 
Because TΔS°ad is a large, positive value in all the systems and results in a 
negative ΔG°ad, the process is said to be entropically driven. Ligand exchange is 
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expected in entropically driven systems since the formation of covalent bonds 
requires energy that may be obtained from the heat generated in the reaction 
(Krauskopf and Bird, 2003).  
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CHAPTER IV 
SUMMARY 
 
 
Low-molecular-mass-organic-acid anions (LMMOA) are common in soils and 
exist as the result of plant root and microbial exudation. These anions vary in 
complexity from simple, aliphatic acids to complex, phenolic structures and 
include acetate, formate, lactate, citrate, oxalate, and malate. Concentrations are 
highest in rhizosphere soils and microenvironments surrounding microbes and 
generally range from 1 to 50 µM. The sustained presence and chemical 
properties of these compounds suggests that LMMOAs may play a key role in 
soil chemical processes, including mineral solubilization, nutrient mobilization 
and uptake, and soil structural development. Further, the concentrations of 
LMMOAs in solution have been shown to increase in response to nutrient stress, 
suggesting that these compounds may increase nutrient bioavailability and aid in 
the detoxification of metal-rich soils.   
Organic acids in solution may adsorb to mineral surfaces via a 
combination of inner-sphere and outer-sphere mechanisms, depending on the 
ability of the ligand to displace H2O molecules from the hydrated metal surface. 
Numerous studies have investigated the adsorption of LMMOAs to constant 
potential mineral surfaces. Studies have suggested that LMMOA structure 
dictates the mechanism of retention, with tri- and di-carboxylates being more 
likely to sorb via ligand exchange.  Sorption of LMMOAs as a function of ligand 
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exchange alters mineral surface charge properties and is a direct function of 
solution pH on variable charge mineral surfaces such as goethite, which is 
common in soils. 
 Ketogluconate (kG) is a microbial byproduct of glucose oxidation and is 
known to be produced by several common soil microbes.  Studies have found kG 
to be present in the rhizosphere of agricultural crops, including wheat, peas, and 
corn. Moreover, this LMMOA has been shown to be a strong chelating agent and 
to increase the solubilization of PO4 minerals, suggesting that kG may promote 
PO4 mobility and availability to plants. Studies have also suggested that it is 
adsorbed to constant potential mineral surfaces via ligand exchange 
mechanisms and may compete in solution with other specifically retained ligands. 
Evaluating the effect of this ligand on surface charge properties is necessary to 
understanding the adsorption characteristics of this ligand.  
The examination of surface charge characteristics of kG sorption by 
goethite may be used to infer kG adsorption mechanisms. It is generally 
accepted that specifically retained ligands alter the pHpzc values of the mineral by 
shifting them to lower pH values. Therefore, the adsorption behavior of kG can 
be observed by determining the pHpzc value of goethite in the presence and 
absence of adsorbed kG. Moreover, thermodynamic evaluations of kG 
adsorption by goethite can provide parameters that may be used in assessing 
adsorption mechanisms. 
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  Surface charge characteristics of goethite in the presence and absence of 
kG were examined using salt titration analyses. Data from these analyses were 
used to generate plots to determine the pHpzc of goethite. Adsorption 
characteristics were examined through adsorption isotherm studies. The 
adsorption of kG was determined as a function of pH (pH 5 and 9), ionic strength 
(0.01 M and 0.1M NaNO3), and temperature (7°C, 25°C, and 45°C). Data 
generated from these studies was used to determine the thermodynamic 
paramaters of kG adsorption for each system.  
 Salt titration analyses indicated that the pHpzc of goethite decreased by 
approximately 0.34 pH units, from pH 7.58 to pH 7.24 when kG was present on 
the surface. This downward shift in pHpzc suggests that kG is retained to the 
goethite surface via ligand exchange mechanisms. The adsorption of kG by 
goethite is a function of pH and ionic strength. In pH 5 systems, the adsorption of 
kG increased with decreasing ionic strength at 25°C and 45°C, while at 7°C 
adsorption was noted to decrease slightly with decreasing ionic strength. Though 
anion exchange is predicted to occur at low pH values due to electrostatic 
interactions, the shape of the adsorption isotherms in these systems suggests 
inner-sphere complexation. In pH 9 systems, the adsorption of kG increased with 
increasing ionic strength at all temperatures, also suggesting inner-sphere 
complexation. At pH values greater than the pHpzc and at higher ionic strengths, 
complexes between kG- and Na+ ions, both in solution and on the mineral 
surface, are expected to occur. Also, higher ionic strengths collapse the diffuse 
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layer in the solid-solution interface, increasing chemisorption. Adsorption of kG 
was also a function of temperature. Adsorption increased with increasing 
temperature, indicating that the adsorption process was endothermic, the 
possible result of ligand exchange. Thermodynamic evaluations were conducted 
using adsorption parameters obtained from the Langmuir equation. Results of 
thermodynamic evaluations suggest that the adsorption process for kG is 
endothermic and entropically driven, which are characteristic of ligand exchange 
processes.  
 Results from this study substantiate previous research and suggest that 
kG is retained by goethite surfaces via ligand exchange mechanisms. Due to the 
strong interaction of kG with soil minerals, like goethite, kG may play an 
important role in rhizosphere chemistry. 
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